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THE HEAT OF DISSOCIATION OF THE ELECTRON 
PAIR IN LIQUID AMMONIA AT -33 C. 
INTRODUCTION 
Previous studies (1) of the anomalous solutions formed by 
the alkali and alkaline earth metals in liquid ammonia clearly 
reveal that the various similar properties common to these 
solutions of a metal dissolved in a non-metal are due to the 
presence of a common negative s pecies, a "solvated" state of 
the electron, and are essentially independent of the kind of 
metal present. The more important characteristic physical 
properties exhibited by these interesting metal-ammonia solutio s 
are their common color, very high conductivity (2), anomalous 
volume expansion upon mixing (3), unique magnetic susceptibilit 
(4), and similar themochemical reactions (5). 
----------------~-~---~---~------------~-------~---------------
1- See review articles -
a- C.A.Kraus, "The Properties of Electrically Conducting 
Solutions" Am. Chem. Soc. Monograph , (1922). 
b- W.C.Johnson and A. W.Meyer, Chern. Rev. i, 273 (1931) • 
c- W.C.Fernelius and G.W.Watt, Chem. Rev. 20, 195 (1937). 
d- D.M.Yost anci H.Russel, "Systematic Inorganic Chemistry" 
Prentice Hall Inc. N.Y. (1944). 
2- C.A.Kraus, J. Am. Chern. Soc. 43, 749 (1921). 
3- L.V.Coulter, Northw~st Science 16, 80 (1942). 
C.A.Kraus, E.S.Carney, and W.C.Johnson, J. Am. Chern. Soc. 
49, 2206 (1927). 
W.C.Jobnson and A.W.Meyer, J. Am. Chern. Soc . 54, 3621 (1932) 
4- S.Freed and N.Sugarman, J. Cham, Phys. 11, 3~ (1943). I 
5- L.V.Coulter and R.H.MaY,bury, J. Am. Chem:-soc. 71, 3394 (194 ). 
L.V.Coulter and L.Monchick, J. Am. Chem. Soc. 73, 5867 (1951 • 
r 
The color of these solutions depends upon the concentratio 
of metal present. In the very dilute region the color is a pal 
transparent blue which deepens into a dense dark blue when more 
metal is dissolved, and acquires a metallic bronze-like luster 
in the concentrated solution. If a dilute solution of an alkal 
metal in ammonia is allowed to stand in the presence of air for 
a length of time, the blue color fades with the resulting for-
mation of an amide. Gibson and Argo (6) investigated the 
absorption spectra of the blue solutions of Li,Na, K, Mg , and 
Ca, and obtained practically identical results at the same low 
concentrations. The absorption curves for all of these metal 
solutions were found to be the same, indicating that the blue 
color is due to the same species o~ common negative ion in all 
cases. The color variation with concentration is probably due o 
the various conditions or perhaps states of the electron, and 
. appears to be independent of both the amount and kind of metal 
present. 
The electrical properties of these solutions were first 
investigated by Cady (7). He found. solutions of sodium and 
potassium in liquid ammonia to be excellent conductors, with 
the order of magnitude of the conductance being markedly greate 
than that of typical electrolytes in the same solvent. 
--------------------------------~------------~-----------------
6- G.E.Gibson and W.L.Argo, Phy. Rev. 7, 33 (1916); J. Am. Chem 
Soc. 40, 1~27 (1918). 
7- H.P.Cady, J. Phys. Chem. 1, 7or-(1896). 
2 
\ 
The problem was later studied systematically and thoroughly by 
c. A. Kraus (8) who found the positive carrier to be identical 
with the positive ion of the salts of the same metal, and the 
negative carrier, which appeared the same for the different 
metals, to consist only of the megative electron, either free 
or in association with ammonia. 
Kraus (2) observed that the alkali metal solutions are ve 
good conductors of electricity at all concentrations, and that 
the equivalent conductance is greater than that found for any 
other known salt in solution of any known solvent. The con-
ductance (see figure 1) of the more concentrated region is 
extremely high and of the same order of magnitude as that found 
II for a metal. The equivalent conductance passes through a 
I 
· !minimum and then increases with dilution, approaching a limitin 
valWe, this dilute region behaving very similarly to common 
·electrolytic conductance of ordinary salt solutions in water or II 
liquid ammonia • . In order to better understand the behavior of 
11these interesting solutions, Kraus (9) investigated the electro 
!motive force of concentration cells of sodium in liquid ammonia, 
!l and observed that the negative ion carried 280 times as much 
current as the positive ion in the concentrated range, and 7 
times as much current in the dilute region. 
~ ~---------------------------------------------------------------
18- C.A.Kraus, J. Am. Chem. Soc. 36, 864 (1914). I I 9-C. A.Kraus, J. Am. Cham. Soc. 30, 1197 (1908). 
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To explain the mechanism of his investigations, Kraus (10) 
proposed that two equilibria existed: 
+ 
This concept qualitatively correlated the conductivity data -
the high conductan.ce in the concentrated solution would be 
due to the free electrons, the d'ecrease to a minimum by the 
increasing solvation of the electrons, and the final rise in 
I the dilute range due to the increasing dissociation of the 
metal atoms present. 
Kraus's theory explained all the existing experimental 
data of. the time; .further investigations, however, both 
theoretical and experimental, are incompatible with his assumed 
equ~libria. Gibson and Argo (6) studied the absorption spectrj 
in the visible, and observed that the spectrum curves were super-
imposable. This seems to indicate that over the concentration 
range investigated Beer 's law is obeyed, and that the metal is 
practically completely ionized: 
As Yost and Russel (1-d) pointed out, the most conclusive 
evidence for rejecting incomplete ionization or solvated single 
electrons comes from magnetic susceptibility measurements. 
11 ----------------------------------------------------------------
10- C.A.Kraus, J. Am. Chern. Soc. 30, 1323 (1908). 
4 
If the electrons are not free, but are bound to the metal atoms 
l 
the solution would be paramagnetic and the volume susceptibilit 
would depend upon both temperature and concentration in 
accordance with Curie's l aw*. 
5 
Huster (11) investigated the magnetic properties of solutions 
of sodium in liquid ammonia, and found the paramagnetism small I 
and practically independent of tempera ture. In the region (0.2 ) 
where Kraus's theory would predict a maximum due to neutral ato s, 
it is observed that the susceptibility is actually very low 
even negative (diamagnetism) at lower temperatures. The magnet c 
. ' . 
susceptibility was also found to increase upon dilution, and to 
approach a magnetic moment of one Bohr magneton per sodium atom 
,. 
in the infinitely dilute solution. 
Freed and Sugarman (4) investigated the magnetic suscep-
tibility properties of sodium and potassium solutions and 
substantiated Huster's experimental results (see figure 2). In 
order to explain the magnetic susceptibility data, Freed and 
Sugarman proposed that in the concentrated. region the negative 
ions are paired, and upon dilution these electron pairs dissoci~' e 
into si'gle ions. This idea was further advanced by Ogg (12) whd 
I ---------------------------------------------------------------
11- E.Huster, Ann. Physik 33, 475 (1938 ). 
12- R.Ogg, "Constitution ofLiquid Ammonia Solutions., 
Report to Naval Office of Research~ Stanford 
University, California, 1946. 
* Referance 1-d, page 140. 
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assumed the following equilibrium: 
-
-
-Energy 
This equilibrium appears to explain fairly well the suscep-
tibility data. In the dilute region the magnetic susceptibilit 
is an inverse function of concentration, as would be expected 
from the Law of Mass Action. The Curie law, ?( = C/T , 
is not obeyed, but conversely the higher the temperature, the 
greater the paramagnetism, evidence that the dissociation of 
electron pairs is an endothermic process *· This proposed 
equilibrium is also compatible with conductivity data. The 
increase in equivalent conductance in the dilute region would 
be due to the unparing process. 
The exact state of the electron in the dilute metal-ammoni~ 
solutions still remain doubtful . Ogg assumed the electron pair 
I 
equilibrium of Freed and Sugarman, but considered the "solvation' 
1 
of the electron analogous to ordinary monatomic ions in solutio1 . 
He treated the problem theoretically in a manner similar to tha, 
developed by M.Born. Ogg proposes that the electrons "trap" 1 
themse~in a spherical cavity which they have 11dug 11 in the 
solvent. He treats energetically first a single electron in a 
spherical box, and then an electron pair, findin g the two 
electrons trapped in the same cavity appreciably more stable in 
* T. Hill, J. Chem. Phys. 16, 394 (1948) 
However, from theoretical considerations Hi shows 
that the reactiGn can be either exothermic o~ 
endothermic if the complete equilibrium constant is 
considered instead of just the ener of dissociation 
6 
comparison to two electrons in separate cavities. Using this 
model Ogg predicted various physical properties for these 
!solutions, and carried out a number of experiments which appear 
Ito verify his theoretical reasoning. 
II Ogg calculates that in the very dilute region the cavities 
II should be enormous, the radius of the orbital of a single 
I electron being about ten Angstroms. Dilatometric measurements 
by Ogg (13) indicate a volume· change that amounts to some 700 cc 
7 
per mole of solute at a concentration of about 0.003 molar, 
!! resulting in a cavity size of about seven Angstroms. Subsequent 
jj investigators (14), however, wete unable to find a volume expans on 
nearly as large as this. 
Ogg (15) also claimed that these solutions should exhibit 
I 
superconductivi.ty at very low temperatures, and carried out 
conductivity experiments which appeared to support his predictio s. 
!Hodgen (16) found some support for Ogg's observations, but other 
(17) were unable to obtain any evidence of superconductivity. 
jHowever, whether these solutions exhibit superconductivity or no 
still remains doubtful as Boorse and coworkers (18) stated: 
11lt is not our intentions to maintain that the 
effect does not exist, but rather to point out 
1
13- R.Og~ J. Am. Chern. Soc. 68, 155 (1946). 
14- w.c.trohnson et al. J. Am. Chem. Soc. 72, 184 (1950). · 
A.J.Stasick and E.B.Hunt, J. Am. Chem.-soc. 70, 2826 (1948) 
15- R.Ogg, Phys. Rev. 69, 243, 544 (1946). --
16- W.J.Hodgen, Phys. Rev. 70, 568 (1946). 
17- For example: 
a- J.G.Daunt, et al., Phys. Rev. 70, 219 (1946). l
1
j b- A.J.Birch, et al., Trans. Faraday Soc. 43, 792 (1947). 
c- L.Giulotto and A.Gigli, Phys. Rev. 71, ~1 (1947). 
I d- R.B.Gibney and G.L.Pearson, Phys. Rev. 72, 76 (1947). 
18- H.A.Boorse, et al., Phys. Rev. 70, 90 (194bT. 
j 
that the conditions under which the effect may 
be obtained are obscure." 
From the temperature dependence of the magnetic suscepti-
bility and from calorimetric studies which show dilute solution 
to display a definite negative heat of dilution, Ogg made a 
"provisional .. estimate of the dissociation energy of trapped 
electron pairs into trapped single electrons to be about 10 Kca • 
per mole of pairs. However, the experimental error is very 
large. Therefore Ogg's value is very approximate, but most 
likely of the correct magnitude. 
Coulter and Maybury (5) indirectly determined the heat of 
reaction of the common ion, the electron, with the ammonium ion 
' in solutions of different metals, and obtained a constant value 
for the reation: 
te:C~) + NH,,.(..,) = NH3()) + ~H.a (t) ~ H = -40.4 .J: 1 Kcal. 
(tentatively assuming the species ie~ ) 
This not only confirms the presence of a common species, but 
also demonstrates the usefulness of thermochemistry as a means 
of gaining further knowlegge about the nature and behavoir of 
these metal-ammonia solutions. (19). 
:--------------------------------------------------------------
19~ S.P.Wols):y, 11 Calorimetic Determination of the Heats of 
Solution of Calcium in Liquid Ammonia and the 
Heat of Reaction of Calcium Metal with the 
Ammonium Ion in Liquid Ammonia", Master's DegreE 
Thesis, Boston University, 1949. 
E.J.Zdanuk, 11 The Heat of Solution of Calcium Iodide and the 
Nature of Dilute Solutions of Calcium in Liquid 
Ammonia at -33° C. ", Master's Degree Thesis, 
Boston University, 1951. 
8 
The object of this research is to investigate the thermo-
1 
chemistry of the electron pair equilibrium i n order to obtain 
a more precise value for the heat of dissociation of the 
electron pair than Ogg' s estimated. 10 Kcal. The electrons shou 
be almost completely paired in the concentrated region (0.02n), 
II 
and practically completely single in the dilute region ( 0. OOln 
or less) on the basis of magnetic properties. The heat of 
II dilution observed for an alkali metal in solution over th~ range 
\ of concentration would be the heat of dissociation for the 
electron pair, assuming that the heat of dilution for the metal 
.. ion, M , is negligible over this same concentration range: 
cone. so ln. 2M ... 2M+ + e "' :.a ; A H' 
dilute soln. 
- [2M ... 2M+ + 2e - . b H'~ ) 
e~:. .... 2e- (~H' - ~H") 
-
AH 
-
If the reaction is endothermic as Ogg predicts, then 
AH will be a positive value. Kraus and. Schmidt ( 20) measured 
the heat of solution of potassium metal in the concentrated 
region ( > o.8n) and they did. not observe any heat effect: A H' 
9 
!was found to be zero. Therefore, any heat effect obtained by th 
solution of potassium in the very dilute region would be due to 
the energy of dissociation of the electron pairs. By using 
\potaasium or cesium, which also has a zero heat of solution in t e 
I 
----------------------------------------------------------------
20- C.A.Kraus and F.C.Schmidt, J. Am. Chem. Soc. 56, 2297 (1934) 
F.C.Schmidt, F.J.Studier, and J.Sottysiak, J.-xiD. Chern. Soc. 
60, 2780 (1938). 
concentrated region (20), the problem of obtaining the heat effe t 
l for the equilibrium by t he difference of two quantities (usually 
l large) is eliminated. 
II In this laboratory, L. Monchick and E. Zdanult determined 
!1 the heat of solution of potassium in the dilute region (runs 
!number 1, 2, and 3 reported under summary of experiment) and 
observed a negative heat of dilution as predicted. It therefore 
appeared advisable to investigate further this heat effect over 
jas large a concentration range as deemed feasible. 
I f he amount of heat resulting from the solution of these 
lsmall potassium samples is only a few calories, (0.5 to 5.0 
calori~s) depending upon the amount of potassium metal used and 
the concentration region being investigated. To eliminate the 
possibility that this observed heat effect might be due to stray 
electrical effects of the potentiometer or to any mechanical 
!effects resulting from the breaking of the sample bulb, two 
blank runs were performed. 
A positive heat of dilution is expected for simple 
!electrolytes such as NaBr, since the ion solvation process is 
exothermic, and reaches completion only when the neighboring 
ions are so far apart as not to compete for solvent (However, 
see footnote on page 11). This positive hea t of dilution was 
observed by Kraus and Schmidt (20, 21) with no exceptions being 
found. 
1----------------------------------------------------------------
21- F.C.Schmidt, J.Sottysiak, and H.D.Kluge, J. Am. Chern. Soc. 
58, 2509 (1936). 
10 
In all the previously studied salts in liquid ammonia, a constan 
' lvalue for the heat of solution was observed. in the relatively 
. ~ ~oncentrated region, dilution less than 600 moles ammonia per 
gram atom of salt. Therefore it appears tha t any heat effect 
Jnoticed in the more dil~te reg~on could not be explained by an 
ordinary heat of dilution process. Potassium nitrate (22) has 
I
a small endothermic heat of solution (about 400 cal/mole at 
about 0.9 normal), but even ~o one would expect a positive heat 
of dilution according to our present concepts of electrolytic 
;. 
solutions *· To determine the magnitude and direction, whether 
positive or negative heat of dilution, and also the accuracy of 
the calorimeter for such small heat effects, it seemed necessary 
that the previously deter mined heat of solution of potassium 
nitrate should. also be more throughly studied as a function of 
concentration. 
11----------------------------------------------------------------
22- C.A.Kraus and J.A.Ridderhof, J. Am. Chern. Soc. 56, 79 {1934) 
I . -
* S.Glasstone, "Textbook of Physical Chemistry"" Second Edition Van Nostrand Co ., 1946, page . 96~. 
From Debye-HUckel considerations and the Gibbs-Helmholtz 
equation it is possible to show that for a simple electrolyte 
the heat of dilution can be expressed as: 
calories per mole 
The negative sign aris•$ because the change in dielectric 
constant with temperature is negative {dD/dT is about -1.1 
for liquid ammonia at -33°C). In concentrated solutions 
deviations may occur and the heat of dilution may change sign 
become positive. 
11 
12 
EXPERIMENTAL PROCEDURE 
Since the calorimeter, the experimental procedure, and 
th~ method of calculation are the same used by previous researcr 
workers (5, 19) in this laboratory, only the slight modific ~i ons 
will be discussed. The amount of heat measured was very small,! 
less than six calories. Therefore, it was not necessary to use 
the gas collecting system. The total heat effect was obtained 
by measuring the changes in temperature and pressure. The 
larger heat effect was reflected by the temperature ch~nge of 
calorimeter and its contents. A smaller, yet very important 
heat effect was reflected by the change in line pressure, whic 
resulted from condensation or vaporization of the calorimeter 
solvent. The line pressure correction was calibrated in calor s 
per mm. change in line pressure (the correction being 0.490 
calories per mm.) by using known amounts of ammonia and obse 
the change in pressure. In both the calibration and the 
the pressure changes were read with a cathetometer to 0.05 mm. 
To ensure that the system was completely free of any moisture, 
the calorimeter was kept under an atmosphere of ammonia the 
night before the run, and all ammonia used in the experiments 
was thoroughly dried with sodium metal. 
It has been observed (in the case of metallic potassium) 
that sometimes an increase in pressure above the equilibrium 
pressure for the corresponding temperature results when a 
sample which absorbs heat is dissolved in liquid ammonia in the 
ents 
calorimeter. One would normally expect a corresponding decrease 
in pressure with a decrease in temperature. Since no correlatio 
appeared likely between this unusal behavoir and the nature of 
the sample, the calorimeter system was studied separately. To 
investigate this behavoir, and to observe it there are any heat 
effects that might be caused by stray electrical disturbances 
13 
of the thermocouple-potentiometer system, or by mechanical effects 
two blank runs were II resulting from breaking the sample bulb, 
II performed. Rather large bulbs, 2.2 and 2.4 ml., were evaouated1 
and broken in a known amount of liquid ammonia at an equilibrium 
pressure and temperature. A plot of both temperature and press e 
against time (see figures 3 and 4) shows that there is an 
observable effect resulting from the breaking of the sample bulb 
However, the magnitude and corresponding importance is doubtful. \ 
Run number one, which shows an increase in pressure with a deere se 
in temperature, has an overall heat effect of about 0.10 oalori s, 
since the pressure and temperature changes tend to cancel each 
other. This small amount of heat is negligible when compared 
percentage-wise with the amount of heat absorbed tor the solutio 
ot metallic potassium. However, run number two has both a 
temperature and pressure decrease, resulting in a total heat eft at 
of about 0.65 calories. Attempts to correlate this unusually 
large heat effect with size of the sample bulb, or with either 
electrical or mechanical disturbances have not been successful. 
A more thorough investigation or this behavoir i .s necessary to 
remove the present uncertainty. 
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PREPARATION OF POTASSIUM METAL AND POTASS!Uh{ 
NI TRA.TE SAMPLES 
Potassium Nitrate 
The potassium nitrate salt used was obtained from Baker's, 
(chemically pure. 99.97% according to manufacturer's analysis • 
To facilitate solution or the crystals, the nitrate was ground 
by pestle and mortar. The salt crystals were placed under high 
vacuum for 3 days at room temperature, then placed in sample 
bulbs, evacuated, and sealed under vacuum. 
Potassium Metal 
The potassium metal used in this research was obtained 
1 
from Baker and Adamson in lump form. The metal was out under 
dry, white mineral oil, and placed in the stem of the sample 
bulb under an atmosphere of helium (see figure 5). Afte.r the 
sample bulb was evacuated, the metallic potassium was melted 
with an oil bath and allowed to flow into the 'bulb; the oxide 
I ( • and higher melting impurities above 65 C.) remaining in the 
stem. The sample bulb was then sealed under vacuum. 
Two analyses were performed on fairly good looking samples 
(absence or blue colored oxide) by breaking the sample bulb in 
a small amount of chemically pure, neutral,. methyl alcohol, 
adding water to form the base, and then titrating with standard 
0.1 normal hydrochloric acid using methyl red as an indicator 
, (see appendix for data and calculations of analyses). These 
" analyses seem to show that the samples are about 99.3% potassi 
14 
• 
APPART US FO R TH E Pr.E P ARAT I 0 Of 
PoTA SSIU M 5AMPU.S 
K METAL 
10 HE Sou~c£ 
To VA cuuM 
However, the total amount of base is assumed to be formed by 
potassium and not by any other alkali or alkaline earth metal 
that might be present. No correction was made on the basis of 
these analyses, _ since each sample would vary slightly in purity 
depending upon the amount or oxide .or other impurities that 
might be trapped when the metal is melted and collected in the 
sample bulb. Therefore, all calculations were based upon the 
assumpti n ot 100% metallic potassium. 
ince many similar experiments have been performed with 
15 
this calolrimeter, and an abundance or information has been 
printed (15, 19), it seemed unnecessary to present all the 
experimenltal data of this research. Only a few typical temperatll re-
pressure-time plots and a summary of the more inportant experime tal 
data are resented. A sample calculation tor a typical potassi 
experimen is given in the appendix to reveal any slight modific tiona 
the absence of the gas collecting system. For a 
complete ~resentation of experimental data, procedure, and 
ot calculation the reader is refered to the Master ot Arts 
Theses ot s. Wolsky and E. Zdanuk : (19). 
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SUMMARY OF EXPERIMENTS 
The observed heat effects for the solution of potassium 
etal and potassium nitrate, and for the blank experiments are 
ummarized in the following table. The single measurement on 
1 otassium nitrate by Kraus and Ridderhot (22), and the tour 
eats of sQlution ot potassium metal in the concentrated region 
y Kraus a d Schmidt (20) are also included in the table. I n 
olumns 7 ~nd 8 the temperature changes in millivolts and degree 
entigrade respectively, are tabulated. Column 9 contains the 
ressure change resulting from either vaporizat~ on or condensati 
t the calorimetric solvent. In column 10 are listed the heat 
apacities of the ammonia, glass, sample, and calorimeter with 
heir sums, the total heat capacity ot the calorimeter system • 
. , 
l he 1.total h at capacity times the temperature change is equal 
"- I •' 
o ttte thermal heat effect which is tabulated in the following co umn. 
he pressure change times the line pressure correction ot 0.490 
alories per mm. change in line pressure is equal to the 
aporization (or condensation) heat effect listed in column 12. 
he algebraic sum of these two heat effects is .the total heat 
ffect which is tabulated in the next column. The last column 
f the table contains the molar heat effect in Koal. per mole 
hich is obtained by dividing the total heat effect by the moles 
f sample used (column 4). 
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DISCUSSION AND CONCLUSIONS 
Kraus and Schmidt (20, also see summary ot experiments) 
measured the heat of solution ot metallic potassium in liquid 
ammonia in the concentrated region and found a zero heat effect 
II In this research, the heat ot solution of potassium metal was 
investigated in the dilute range , and it was observed that 
upon dilution heat is absorbed . This is clearly shown by a 
plot ot the molar heat ot solution against dilution (see 
figure 8). Due to the rather large experimental error common 
to calorimetric measurements of such small amounts of heat, 
I there is considerable scattering of experimental points making 
it difficult to obtain a very smooth curve . However, a definite 
trend· is observable. The percentage error in the molar heat of 
solution increases with decreas i ng concentration due to the 
smaller sample size and corresponding smaller heat effect produced. 
However, one run was made in the very dilute solution (dilution 
of about 34,000, run number 10 , which is not included in the 
graph) resulting in a molar heat of solution of 4.2 Kcal. 
This fact plus other considerations, which will be taken up 
later, seem to indicate a larger molar heat of solution in the 
infinitely dilute solution than that which appears from the 
dilution plot. 
This observed heat of dilution tor metallic potassium is 
not an ordinary heat of dilution process resulting from the 
separation of ionic species. As has been previously pointed 
2. 
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I 
out, present concepts of electrolytic solutions predict a releas 
ot energy upon separating ions as in a process of diluti on. 
~his has been observed by Kraus and Schmidt (20, 21) with a few 
typical salts in liquid ammonia, and is clearly shown by the 
heat of dilution of potassium nitrate determined in this 
research (see figure 9). Potassium nitrate is not very soluble 
in liquid ammonia (about 1.04 moles of salt per · lOOO grams or 
ammonia at 0.0°0.), and goes into solution rather slowly 
causing the reaction period to be longer than tor small amounts 
of metallic potassium. This leads to a larger degree of 
uncertainty in the amount of heat absorbed since the calorimete 
is not completely adiabatic (5, 19). Run number one has a 
reaction period of about twenty minutes with a heat effect or 
only ten calories (see Summary of Experiments), thus having 
a larger heat error percentage-wise than the other three runs 
with much shorter reaction periods. All the runs, except run 
number one, agree very well within experimental error with 
Kraus's single value * determined in a more concentrated 
region (see figure 9). Even though potassium nitrate has an 
endothermic heat of solution, it shows a small yet definite 
exothermic heat or dilution • . A plot of the molar heat or 
solution against the square root or the concentration gives a 
-----------~~-----~-~----------------------------~---~----~---
* Kraus (20) stated that with his calorimeter substances 
18 
that absorb heat could not be measured as accurately as substanc s 
which give ott heat because or the uncertainty in his line pres ure 
correction. 
fairly straight line; the Debye-Huckel equation for the heat ot 
II 
dilution of a simple electrolyte appears to be obeyed. The 
same molar heat value (about 300 calories) is observed over the 
dilution range ot 600 to 1200, and this appears to be the 
I 
limiting value. 
This is not at all the case with potassium metal, whic·h ha 
a rather large endothermic heat of dilution, which we attribute 
to the heat of lissociation ot the electron pair. In all the 
previously studied heats of dilution in liquid ammonia, the 
curves of the molar heat of_ ~olution against dilution levels 
ott in the medium concentrat&d region (dilution of 600 or less) 
whereas in the case of potassium metal it appears that even in 
the very dilute range investigated (around 13,000) the curve is 
still rising. It there is an ordinary heat of dilution of the 
potassium ion present, then in the lesser concentrated and more 
concentrated regions the observel heat of dissociation for the 
electron pair might appear too high. However, in the dilute 
solution this heat of dilution effect will be absent. 
The shape of the curve of the heat of solution of potassi 
as a function of concentration is the same as that of the magne 
susceptibility of potassium in liquid ammonia over the same 
concentration range. This is clearly shown if both the heat 
magnetic data are plotted on the same graph as in figure 2. 
The similarity of the results obtained from the two different 
experiments is a clear indication that the same phenomenon is 
being observed; namely, the dissociation of the electron pair. 
19 

If the magnetic susceptibility curve is used as a guide to 
obtain a value for the heat effect of potassium in the infinite y 
dilute solution, a value of 6 Kcal. per mole of pairs is arriv d 
at for the dissociation of the electron pair. However, the 
magnetic data is likely to be on the low side in the dilute 
I region because of amide formation, and therefore the resulting 
limiting value might also be too low. This value of 6 Kcal. i 
considerablely lower than Ogg's estimat d 10 Kcal. However 
W.M.Latimer * studied the photodissociation of iodide in liqui 
ammonia and atated that six Koal. for the heat of dissociation 
II of the electron pair was compatible with their data, but that a 
value as large as or larger than Ogg's predicted ten Kcal. woul 
make their results difficult to understand. 
If we assume that the same amount of heat is necessary to 
unpair a mole of electrons at concentration c, as at infinite 
dilution, then the degree of dissociation, ~ , tor the electro 
pair equilibrium oan be given by the ratio of the observed mola~ 
heat of solution at concentration o, to that at infini t dilutiJ , : 
The equilibrium constant is given by the expression: 
where 
) 
c concentration of metal. 
~ ~ degree of dissociation. 
--~~--~-~-----~------~--~--~~-~~~----~------------------~------
l1 * Personal correspondence 
ll 
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If we combine the two equations: 
al A l·(t C 
.6H0 (b Ho - b. He) H= ) 
I and rearrange, we obtain: 
I 
I A plot of ~Ac. against ~c 6Hc. should be a straight line with the 
r • 
slope equal to K (b lioY. , and the intercept equal to D H-o • 
However the experimental error is large, therefore the values 
obtained are only approximate and are given to show the correla ion 
between the observed molar heat effect and the electron pair 
equilibrium. From the above plot the following semiquantitativ 
constants were obtained (see appendix for calculations) : 
fj1.i =. 8 Kcal. 
X - 4.3 X 10 - 3 
-
I 
The equivalent conductance of sodium in liquid ammonia in 
the dilute region can be expressed by the empirical formula of 
Kohlrausch for completely ionized strong electrolytes: 
.A == A - a. -y--c c. 0 • 
However, it can also be shown that Kraus's conductivity data 
are com~atible with the electron pair equilibrium by using a 
method employed by Mac Innes (23) in aqueous solution for the 
-~---------------~-~~---~-~-----~--------------·--~----~-------
23- D.A.Mac Innes, "The Principles of lectroohemistry", Reinho d 
'----#==========~~~~~ratio_ J_.._,_l93_9_~=====tf 

the hydrolysis of aniline hydrochloride. 
Franklin and Cady (24) obtained the absolute mobilities 
ot ions of various salta in liquid ammonia by the moving boundr 
method, and by employing the limiting equivalent oonduotance 
of these salts (determined by Kraus) in their calculations. 
By using Franklin and Cady's mobilities, u~ , and the simple 
expression: 
) 
the ionic conductance, )\~ , of the sodium ion at various 
concentrations can be obtained. The ionic conductance of the 
sodium ion is plotted against dilution in figure 1 showing 
that it is independent of the concentration over the range 
studied, and is not likely to change in the more dilute solutio • 
j If the ionic conductance of thesodium ion, 130, is subtracted 
11 from the eqqivalent conductance of sodium metal in liquid ammon a, 
then the equivalent conductance of the paired and single electr l s 
will be obtained, and can be expressed by the relation: 
I 
where -
Jtp ~ equivalent conductance of the electron pa 
Jls ~ e quivalent conductance of the single eleo 
~ ~ degree of dissociation for the equilibri 
-~--~-------------~--------------------------------------------
24- ~ .C. ]ranklin and H. P.Oady, J. Am. Chem. Soo. ~. 499 (1904) 
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I 
If we rearrange: 
..,1\-c.. - A P 
jL :s - .f\- p 1 
and combine with the equilibrium expression: 
we obtain: 
-
+ 
-
• 
In a plot of (~~ - .J-p) against J C (....ll~ - .J.p) a straight line 
should be obtained if the above relationships hold . The slope 
I 
of the line will be 
I 
equal to K (.As - .ft.PJ~ ,and the intercept 
equal to (JL.s - ./Lp) • 
Since it is inpossible to obtain directly a value for the 
I equivalent conductance of the electron pair, various values wer 
assumed and plotted until the best straight line was obtained 
1 (see figure 11). The only assumption in this type of treatmen 
is considering the equivalent conductance of the species to be 
independent of the concentration. However, in the dilute regio 
this effect is minimized, and a very good straight line is 
obtained. Furthermore, the ionic conductance of the sodium io 
\! was observed to be independent of concentration, and can be use 
by analogy . Because of the various uncertainties in both the 
\experimental data (due to formation ot amide in dilute solution) 
23 
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and in the above treatment, this method is used only to show in 
a semiquantitative manner the correlation between conductivity, 
thermochemical, and magnetic measurements for the proposed elect on 
pair equilibrium. 
The best straight line (see figure 11) was obtained when a 
value of 230 was used for the equivalent conductance of the 
electron pair, and Franklin and Cady's value of 130 for the 
conductance of the sodium ion. This resulted, from the slope o 
the line, in an equilibrium con•tant of K ~ 6.6 X 10-3 , which 
is in fairly good agreement wi t h that obtained from the thermo-
chemical data of this research. From the intercept a value of 
680 was obtained for the expression (JLs -Jlp) , which gives a 
value of 910 for the equivalent conductance of the single 
electron at infinite dilution. ~·rom concentration cell studies 
Kraus (9) observed the single electron to carry seven times as 
much current as the sodium ion i n the dilute solution, which 
agrees very well with the above values (7 X 130 : 910). 
Gibson and Phipps (25) studied the conductance of sodium 
\ in liquid ammonia at various temperatures (see figure 1). An 
attempt was made to use their data to obtain equilibrium constan s 
at the different temperatures from which a heat of lissociation 
I 
for the electron pair equilibrium could be calculated. However, 
their data is of little value in this connection since 
lnot investigate far enough into the dilute region, and 
they did 
there was 
~ - ---------------------------------------~-----------------------
25- G. E.Gibson and T. E. Phipps, J . Am. Cham. Soc . ~. 312 (1926) 
considerable fading due to amide formation causing the results 
to be on the low side. 
The most dilute solution investigated in this research 
was at a concentration of 0.003 moles per liter, whereas Kraus's 
conductivity experiments were carried out to a concentration of 
0.0001 moles per liter. The equivalent conductance between 
25 
1
0.003 and 0.0001 m increases by a considerable amount, indicati 
that the heat of solution is increasing beyond the range studie • 
1 
Using the equilibrium constant calculated from Kraus's conductiJ ity 
data, a degree of dissociation equal to 0.6 is obtained at a 
concentration of o.003m. Using the relation: 
where -
~ ~ 0.6, from Kraus's data at 0.003 m. 
~U = 4.4 Kcal., from figure 8 at 0.003 m. 
c 
a value of about 7 Kcal. per mole of pairs is obtained for the 
heat of dissociation, A Ho , for the electron pair equilibrium. 
Ogg and Newman (26) performed nuclear spin relaxation 
studies in dilute sodium-liquid ammonia solutions, and were 
able to interpret their results on the basis of an association 
!equilibrium between paramagnetic and diamagnetic species, the 
electron pair equilibrium. They were able to calculate crude 
equilibrium constants at different temperatures (crude because 
--~----------------------------------------------~-------------~ 
26- R.Newman and R.A.Ogg, J. Chem. Phys. !i• 214 (1951). 
======~=-===============-=---
of low precision of data plus assumptions), which indicate that 
I 
the unpairing of electrons is an endothermic process in agreemen 
1
with both the magnetic and thermochemical measurements. From 
the relaxation studies the following constants were obtained at 
-33° o. : 
A H ::. 2.3 Kcal. per mole of pairs ~ 
K 1.3 X 10 -a · 
26 
T.Hill (27) repeated Ogg's rough calculations of the relati e 
energetic stability of paired electrons as compared to unpaired, 
and by an approximate method shows that if the complete equilibr um 
constant is considered rather than just the energy factor alone 
I 
{as Ogg did), a larger number of pairs may be present. He 
emphasizes that the heat of dissociation may be either exothermic 
or endothermic, but tends to favor the exothermic process by 
considering various energy factors . Hill calculates the degree 
of dissociation of the electron pair under various conditions, 
!arriving at equilibrium constants which are rather large (2 - I 
6 X 1~~ ). HoweTer, since the magnetic, relaxation, and thermo-
chemical data all strongly indicate an endothermic heat of 
dissociation, it seems unnecessary to discuss Hill's paper 
!further. 
I -------------------------------------------------------------·-
27- T.L.Hill, J. &hem. Phys. !!• 394 (1948). 
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SUMMARY OF THE CONSTANTS FOR THE ELECTRON 
PAIR E~UILIBRIUll AT 
orker A H (Kcal.) K Method F(4) - - -3 5 . 6 X 10 Conductivity 
10 1 . 3 :X 10-3 Estimate and Ogg (10) 
Relaxation 
ill ( 27) 2-6 X 10-J Theoretic 
his Research 6-8 4. 3 :X 10-3 Thermochemistry 
We have considered the existing experimental data which 
lea6s directly to the electron pair equilibrium, namely the 
magnetic, conductivity, relaxation, and thermochemical measureme ts. 
Considering the experimental errors involved in all of these 
measurements, and also the interfering factors such as the beha 
of the cation, formation of amide, and various other properties 
characteristic of each individual experiment, it is rather 
surprising that suoh a quantitative correlation of data is 
possible by the simple electron pair equilibrium. 
The exact state or form of the "solvated" electron in 
liquid ammonia is still doubtful . Using a volume of about 
40 co. per mole for the volume expansion of mixing sodium and 
liquid ammonia in the dilute solution (3, 14), a radius of 
approximately 3 !ngstroms is obtained for the "solvated" elect n. 
This agrees very well with the energy of solvation - radius 
relationship of other ions in liquid ammonia (calculations by 
E. Zdanuk in this laboratory) . However, with a radius as large 
as this it is rather difficult to explain the observed high 
conductivity. Using Stokes ' s Law, u ~ F/6~r. as a rough 
approximation, and considering the equivalent conductance of thE 
electron to be about 900, a radius of around 0.3 Angstroms or 
less is obtained . This seems t o indicate that in the dilute I 
solution the electrons do not conduct as ordinary electrolytic 
spherical ions. Ogg proposes that the conduction occurs 
through "conducting bands, or conducting electrons". However, 
since there still appears to be a need for more direct evidence 
either theoretically or experimentally, it seems of little 
value at this time to try to obtain a more precise description 
of the state of the electron in t he dilute liquid ammonia 
solutions . 
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SUGGESTED FUTURE INVESTIGATIONS OF THIS PROBLEM 
As mentioned previously the calorimeter should be studie 
more thoroughly for effects resulting frQm breaking ot an 
1
1 
evacuated sample bulb, if heat effects as small as those 
attempted in this research areto be investigated with increase 
certainty. Dr. Coulter has a much larger calorimeter {capacit 
of about 850 co. compared with 120 - 200 cc. of ammonia for th 
calorimeter used in this research) capable or measuring small 
heat eftects with increased accuracy and precision, which will 
lead to a better understanding of the thermochemistry and 
behavoir or dilute liquid ammonia solutions. 
In order to establish that this observed heat effect 
obtained for the heat of solution of metallic potassium is 
due to the dissociation of the electron pair, and not to any 
heat effects resulting from either the kind or metal used or 
to a dilution process of the cation, the heat of solution of 
cesium and sodium should be investigated. Cesium, like potass 
has a zero heat of solution in the concentrated solution. 
Sodium has a rather small heat of solution (about 1.4 Kcal. pe 
mole in the concentrated region) making it possible to observe 
a similar heat of solution as obtained with metallic potassium 
29 
APPENDIX 
Calculations of Analysis of Metallic Potassium 
Analysis number 1 
Volume of bulb 1 .70 ml. 
3.2669 g. 
3.0393 g. 
( 1. 70 X .00118 .- .0020 g.) 
Wt . bulb and K 
Wt. bulb 
Wt . of K 
Wt . of K in vacuo 
Used 74.32 ml. of 
Calculation: 
• 2276 g. 
.2296 g. 
0.07841 N HCl 
(74.32)(0.0t841)(.03910)(100) 
.2296) 99.25 % K 
Analysis number 2 
Volume of bulb . 45 ml. 
5.9468 g. 
(.45 X .00118 = .0005 g • 
Wt. of bulb and K 
Wt . of bulb 
Wt. of K 
Wt . of K in vacuo 
Used 62.06 ml. of 
Calculation: 
5. 7556 g. 
.1912 g. 
.1917 g. 
0.07841 N HCl 
(62.06)(0.07841)(.03910)(100) 
(.1917) 99.26 % K 
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Example Calculation of a Typical Experiment 
(Experiment number 9, see figure 7) 
Experimental Data 
Weight of potassium sample 
Wt. of bulb and K 
Wt . of bulb 
Wt . of K 
7.9285 g . 
7.9116 g. 
.0169 g. 
Volume of bulb 
Wt . of K in vacuo 
.53 ml. 
.0175 g. 
(.53 ml. times 
.00118 g ./ml. equa s 
0.0006 g . ) 
Weight of ammonia 
Wt . of cylinder 
and ammonia 
Wt . of cylinder 
Wt . of ammonia 
Wt . of ammonia lef~ 
in the line 
Wt . of ammonia in 
the calorimeter 
866 .70 g . 
762.45 g. 
104.25 g. 
1.19 g . 
103.06 g . 
Liquid height of ammonia in the calorimeter 
Cathetometer readings 
Liquid level 
Reference mark 
Difference 
728. 00 mm. 
768.10 mm. 
40.10 mm. 
Height of reference mark from 
the bottom of the calorimeter 
Height of liquid from bottom 
176.7 mm. 
-40.1 mm. 
136.6 mm. 
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Typical calculation (cont.) 
Temperature and Pressure Changes 
Average E 
Average temperature 
A E 
dE/dT 
A T - E x dE/dT 
b. P . 
Heat Capacity of System 
1208.5 uv. 
32.73 °C. 
0 .3 uvo 
0.0283 0 C./uv. 0.0085 c. 
0.30 mm. Hg. 
Item Weight, g. 
Specific 
Heat cal/g/0 c. 
Heat Capacity 
cal/°C. 
Glass 11.0 
Potassium 0.0175 
Calorimeter (from liquid height 
Ammonia in calorimeter 
weighed. in 104.25 
left in line 1.1* 
Total 103.0 
Heat Effect 
0.22 
0.13 
of 136 mm.) 
1.065 
Total -
2.4 
o.o 
18.3 
109.8 
130.5 
32 
From temperature change 
(AT)(Total heat capacity) = (0.0085}(130.5) I -1.11 CEl. 
From pressure change 
(AP)(line pressure correction) ( 0 • 3 )( 0 • 490) : I + .15 CE 1. 
Total - -.96 cc: 1. 
~olar Heat Effect 
Moles of potassium 
Wt ./M. W. : 0.0175/39.10 
-
-
0.00045 moles K 
Molar heat effect 
heat effect/moles K = 0.96/0.00045 : 2.2 Kcal per mole 
Dilution 
moles ammonia/moles K ._ 6.052/0.00045 
-
- 13,500 
Calculations of the Equilibrium Constants 
From the thermochemical data of this research 
See figure 9 
Intercept = 0.25 
A Ho' 
- 1/Intercept 1/0.25 4.0 
~Ho 2 X 4.0 8.0 Kcal. per mole of pairs 
Slope 14.6 
Equilibrium constant: 
K = l/(slope)(Intercept) 2 
1/(14.6) (16) 
From the conductivity data of Kraus (2) 
See figure 10 
Intercept - 0.147 
- 1/Intercept 
Slope - 3.82 X 10 -4 
Equilibrium constant: 
4.3 X 
K 1/(s1ope)(intercept) 
1/(3.82 X 10-4 )(462400) 
1/0.147 680 
5.6 x 1o-3 
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ABSTRACT 
Previous studies (l) of the anomalous solutions formed by 
the alkali and alkaline earth metals in liquid ammonia clearly 
reveal that the various similar properties common to these 
solutions of a metal dissolved in a non-metal are due to the 
presence of a common negativ species, some form or "solvated" 
state of the electron, and are independent of the kind of metal 
present. !he more important characteristic physical properties 
exhibited by these interesting metal-ammonia solutions are theil 
common color, very high conductivity (2), anomalous volume ex-
pansion upon mixing (3), unique magnetic susceptibility (4), an~ 
similar thermochemical reactions (5) . 
In order to explain the magnetic susceptibility (4, 11), 
Freed and Sugarman proposed that in the concentrated region the 
negative ions are paired, and upon dilution these electron pairs 
lissociate into single ions. This idea was further advanced by 
Ogg (12) who assumed the following equilibrium: 
-.... 
-Energy 
From the temperature dependence of the magnetic susceptibility 
and from calorimetric studies which show dilute solutions to 
1 
display a definite negative heat of i ilution, Ogg made a 
"provisional" estimate of the dissociation energy of trapped 
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electron pairs into trapped single electrons to b e about 
10 Kcal. per mole of pairs. In this research, the thermo-
chemistry of the electron pair equilibrium was investigated 
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in order to obtain a more precise value for the heat of dissocia ion 
of the electron pair t han Ogg's estimated value. The electrons 
should all be paired. in t he concentrated region (0.02n), and 
practically completely single in the dilute solution (O.OOln or 
less). The heat of dilution observed for an alkali metal in 
solution over this range of concentra tion would b e the heat of 
dissociation for the electron pair, assuming that the heat of 
dilution for the metal ion, M-+ , is negligible over this same 
concent~ation range: 
cone. so ln. 2M -4 2M + + e~ 
" 
A H-' 
dilute·' soln. [2M 2M + J A H"] 
-
-+ + 2e- ) 
e • J -+ 2e- (o H ' -AH") .:. AH 
Kraus and Schmidt (20) measured the heat of solution of 
metallic potassium in liquid ammonia in the concentration of 
0.8- 1. n., and found a zero heat eff ect. In this research 
the heat of solution of potassium metal was investigated in the 
dilute range, and it was observed that upon dilution heat is 
absorbed. This is clearly shown by a plot of t he molar heat 
of solution against dilution (see figure 8). 
This observed heat of dilution for metallic potassium is 
not an ordinary heat of dilution process resulting from the 
separation of ionic species . Present concepts of electrolytic 
/( 
solutions predict a release of energy upon separating ions as 
in a process of dilution. This has been observed by Kraus 
and Schmidt (20, 21) with a few typical salts in liquid ammonia ) 
and is clearly shown by the heat of dilution of potassium nitraJ e 
determined in this research. Even though potassium nitrate has 
an endothermic heat of solution, it shows a small yet definite 
exothermic heat of dilution (see figure 9). This is not at 
all the case with potassium metal, which has a rather large 
endothermic heat of dilution , which we attribute to the heat 
of dissociation of the electron pair. 
The shape of the curve of the heat of solution of potassi 
metal as a function of concentration is the same as that of the 
magnetic susceptibility of potassium in liquid ammonia over the 
same concentration range. The similarity is clearly shown if 
both the heat and magnetic data are plotted on the same graph 
as in figure 2. The results obtained from the two different 
experiments is a clear indication that the same phenomenon is 
being observed; namely the dissociation of the electron pair. 
If the magnetic susceptibility curve is used as a guide to 
obtain a value for t h e heat of dissociation, a value of 6Kcal. 
per mole of pairs is obtained . However, this value is likely 
to be on the low side due to amide formation in the magnetic 
experiments causing lower susceptibility values. 
If we assume that the same ·amount of heat is necessary to 
unpair a mole of electrons at concentration c, as at infinite 
dilution, then the degree of dissociation, J.., , for the electr n 
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pair equilibrium can be given by the ratio of the observed mola I 
heat of solution at concentration c, to that at infinite diluti 
The equilibrium constant is given by the expression: 
where 
c - cone. of metal 
~ - degree of dissociation. 
If we combine the two equations : 
:A AH; c 
Ll ~o(6 Ho- 6Hc) ) 
and rearrange: 
• + 
A plot of against J C.. b He.. should be a straight line 
with the slope equal to , and the intercept equal 
I 
to ~ Ho • However , the experimental error is large, and 
the values obtained are onl~ approximate. From the above plot 
the following semiquantitative constants were obtained: 
~ H 
K 
-
-
8 Kcal. per mole of pairs 
4.3 X 10- 3 
By using a similar method to that employed by Mac Innes (23), 
it can be shown that Kraus's conductivity data are compatible 
with the electron From a 
. 
• 
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employed in the thermochemical data an equilibrium constant of 
E = 5.6 x 10-J was obtained. If this equilibrium constant is 
used to obtain the degree of dissociation, then a value of 
seven Kcal. is calculated for the heat of dissociation of the 
electron pair. 
We have compared the existing experimental data which 
leads directly to the electron pair equilibrium, namely, the 
magnetic, conductivity, and thermochemical measurements . 
Considering the experimental errors involved in all of these 
measurements, and also the interfering factors such as the 
behavoir of the cation, formation of amide, and various other 
properties characteristic of each individual experiment, it is 
rather surprising that such a quantitative correlation of data 
is possible for the simple electron pair equilibrium • . 
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